ABSTRACT: Electrolytic water oxidation using earth-abundant elements is a key challenge in the quest to develop cheap, large surface area arrays for solar-to-hydrogen conversion. There have been numerous studies in this area in recent years, but there remains an imperative to demonstrate that the current densities reported are indeed due to the species under consideration and not due to the presence of adventitious (yet possibly highly active) contaminants at low levels. Herein, we show that adventitious nickel at concentrations as low as 17 nM can act as a water oxidation catalyst in mildly basic aqueous solutions, achieving stable (tens of hours) current densities of 1 mA cm −2 at overpotentials as low as 540 mV at pH 9.2 and 400 mV at pH 13. This nickel was not added to the electrolysis baths deliberately, but it was found to be present in the electrolytes as an impurity by ICP-MS. The presence of nickel on anodes from extendedtime bulk electrolysis experiments was confirmed by XPS. In showing that such low levels of nickel can perform water oxidation at overpotentials comparable to many recently reported water oxidation catalysts, this work serves to raise the burden of proof required of new materials in this field: contamination by adventitious metal ions at trace loadings must be excluded as a possible cause of any observed water oxidation activity.
■ INTRODUCTION
There has been much interest recently in electrocatalytic and photocatalytic water splitting as routes toward storing intermittent renewably generated power (especially solar power) as chemical fuels, such as hydrogen.
1−3 Acid-regime proton-electrolyte membrane electrolyzers (PEMEs) have been proposed for this purpose, as they respond well to fluctuations in power inputs. 4 However, the most effective catalysts yet identified for PEMEs are based on very rare elements. 5 This presents a challenge for photodriven water splitting in particular, as the low photocurrents typically afforded by solar irradiation will require large electrode surface areas in order to produce useful amounts of fuel on practical time scales. Hence, if widespread solar-driven water splitting is to become a reality, then the loadings of any rare water-splitting catalysts must be lowered and/or less rare alternatives must be found. 6 Alkaline electrolysis represents a possible solution to the issues of catalyst scarcity (porous Ni and steel electrodes in commercial electrolyzers allow current densities of 0.5 A cm −2 to be achieved at ∼300 mV overpotential), 7 but there is also a need to move away from the extreme pH regimes characteristic of such traditional commercial devices (pH ∼0 for proton exchange membrane electrolyzers and pH >14 for alkaline electrolyzers), 4 because such corrosive conditions limit the types of photoelectrodes and cell components that can be used. 8, 9 Studies on heterogeneous water oxidation catalysts that operate under the mild pH conditions that are compatible with existing photoelectrodes have therefore focused largely on firstrow transition metals due to their relatively high abundance in the Earth's crust. Some recent notable examples of such heterogeneous catalysts include cobalt oxides and oxyhydroxides, 10−18 nickel oxides, 19−24 manganese oxides, 25−33 copper oxides, 34−36 and mixed oxides of first-row transition metals. 37−44 Some of these potential catalysts have already been used in conjunction with light-harvesting substrates to produce photoanodes competent for light-driven water oxidation. 45−55 Meanwhile, catalysis with second-and third-row transition metals has been largely limited to compounds based on more scarce elements, such as rhodium, 56 ruthenium, 57 and iridium. 48,58−62 A typical strategy that is adopted when assessing the efficacy of such heterogeneous catalysts is to obtain current density vs overpotential profiles and then to compare the overpotential required to reach some benchmark current density (often 1 mA cm −2 or 10 mA cm −2 ) with that required to reach the same current density with other materials. Under basic conditions, an overpotential of between 0.33 and 0.5 V (to achieve a current density of 10 mA cm −2 for water oxidation) is considered as promising for solar-to-hydrogen applications. 63 However, this remains a somewhat challenging target, and many materials with overpotential requirements in excess of this 0.33−0.5 V window have been (and continue to be) reported. Perhaps on account of the difficulty of demonstrating stable and sustained heterogeneous water oxidation catalysis at such comparatively low overpotentials, many studies assume that the background activity for water oxidation must be negligible, and control experiments may consist simply of a cyclic voltammogram in the absence of the material under investigation. However, such short-duration experiments may be insufficient to rule out the agency of trace metal impurities in any longer-term water oxidation catalysis observed with the proposed catalyst systems.
The issue of what the true catalyst for a given reaction actually is under a given set of conditions has been highlighted in seminal reviews by Widegren and Finke 64 and Crabtree.
65
The latter paper in particular describes the effect that impurities can have in catalytic reactions, stating, "The phenomenally low loadings of metal that can give high activity is a major hazard in this area." In recent years, the true nature of a range of catalysts with specific reference to water splitting has been explored, 66, 67 with special attention paid to the role that low levels of simple Co(II) salts (formed from the degradation of higher nuclearity homogeneous species) could have in electrocatalytic water oxidation. 68−70 The effect that iron impurities have on nickel oxide water oxidation catalysts has also been reported. 40,71−75 In this context, establishing the cause of any unexpectedly high water oxidation activityincluding the potential agency of trace impurities in this catalysisremains vital for advancing the field.
Herein, we show that nickel at very low concentrations (17 nM, giving an electrode surface loading of less than 1 nmol per cm 2 ) constitutes a competent catalyst for water oxidation over the pH range 9.2−13, delivering stable current densities of 1 mA cm −2 at overpotentials of 540 mV at pH 9.2 and 400 mV at pH 13 for periods of several tens of hours. This nickel was not added to the electrolysis baths deliberately. Rather, it was present as a trace impurity in the supporting electrolyte salts (and possibly even in the ostensibly deionized water used to prepare the electrolytes), and its water oxidation activity only manifested after several minutes of anodic polarization in electrolysis experiments. Furthermore, at these low loadings, the nickel oxide catalyst layer on the anode was undetectable by eye or by SEM/EDX, and the presence of nickel was only evident by ICP-MS analysis of the electrolyte and by comparison of XPS spectra run in as-prepared and carefully washed electrolyte solutions. Although we cannot exclude the possibility that the nickel oxide deposits formed do not also contain traces of Fe, 71−73 we show that the concentration of nickel in the electrolyte solution is a critical determinant of the extent of water oxidation catalysis. The very low levels of nickel required to produce respectable and reproducible activities for electrochemical water oxidation serve to raise the bar when investigating the activity of heterogeneous water oxidation catalysts at neutral and basic pH: for other materials that display similar current densities at these overpotentials, it must be demonstrated that adventitious nickel contamination is not a cause of the observed activity.
■ RESULTS AND DISCUSSION
As part of our ongoing studies of electrocatalytic water oxidation using earth-abundant elements, 16 we had occasion to conduct control experiments in which a fluorine-doped tin oxide on glass (FTO) working electrode was poised at overpotentials of around 600 mV in a single-chamber electrolysis cell, along with a Pt wire counter electrode and an Ag/AgCl reference electrode. Under stirring in potassium borate buffer (0.5 M, pH 9.2), the current declined gently for the first few hundred seconds, much as expected. However, we were surprised to observe a subsequent steady rise in current, the onset of which typically occurred between 60 and 600 s after the beginning of the polarization, and which continued for several hours before reaching a plateau at between 1 and ∼4 mA cm −2 (see Figure 1 ). This phenomenon was found to be highly reproducible and could be observed on both FTO electrodes poised anodically in fresh solutions and FTO electrodes poised anodically in solutions that had previously displayed this behavior. Figure 1 shows that this high current was maintained for periods of over 10 h, and in some cases, current densities well in excess of 1 mA cm −2 were sustained for up to 72 h, showing no sign of decreasing. During this time, steady bubbling could be observed from the FTO anode, which appeared identical by eye to fresh FTO. In the absence, to our knowledge, of any previous reports of similar behavior for FTO without the addition of catalysts and intrigued by these large "control" currents (in many cases outperforming the substances we were trying to assess), we began a systematic study of these electrochemical processes in the hope of finding the cause of this activity. Figure 2 compares Tafel plots obtained for FTO electrodes that had been polarized anodically in 0.5 M potassium borate buffer at 700 mV overpotential until the current density had reached a plateau with the behavior of fresh FTO electrodes that had not been subjected to prior anodization in this fashion. Preanodized electrodes displayed reproducible Tafel slopes of 57 mV (±2 mV) over nearly three decades of log current density, while nonanodized electrodes gave slopes in the region of 120 mV per decade at low current densities (less than 0.1 mA cm −2 ). We also compared cyclic voltammograms (CVs) of anodized and nonanodized (fresh) films in the presence of 1 mM ferricyanide in order to determine if there was any significant increase in the surface area of the electrode as a result of anodization. If the electrode surface area was increasing with prolonged anodization, then a larger reversible wave for the Fe(II)/Fe(III) redox couple should be evident for the anodized electrodes. As a control, CVs of nonanodized electrodes having a range of known geometric surface areas were first obtained, which allowed a linear relationship between electrode surface 
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Article area and peak current in the CV to be established (see Figure  S1a . No significant changes in the size or shape of the ferricyanide redox wave were evident, in turn implying that the surface area of the electrode was not significantly altered by anodization (certainly not to an extent that would explain the increase in apparent current density seen in Figure 1 on its own). In contrast, a catalytic oxidation event highly suggestive of water oxidation seems to occur at a much lower onset potential after anodization than before ( Figure S2 , SI).
With no evidence to support an increase in surface area being the cause of the increased current density, and in light of our Tafel data suggesting that the nature of the electrode was radically altered, it seemed plausible that the electrodeposition of some species from solution onto the electrode could be the cause of the increased activity observed. This would also explain the slowly rising current after an initial lag phase observed in Figure 1 . Accordingly, we analyzed anodized electrodes by SEM and EDX ( Figure S4 , SI). These results evinced no hints as to the presence of any surface deposits, suggesting that if any electrodeposition of catalytically active species had occurred, then the amounts deposited were very low. However, it was still possible that minute traces of impurities in the electrolyte were depositing onto the surface at very low levels. In this regard, we note that electrocatalytic water oxidation using ultralow loadings of cobalt were recently reported by Meyer and coworkers, 76 who were able to achieve a current density for water oxidation of 0.16 mA cm −2 at an overpotential of 0.8 V using phosphate buffer at pH 7.2 and loadings of cobalt on planar FTO as low as 7 × 10 −11 mol/cm 2 (as judged by integration of cyclic voltammograms). Nocera and co-workers have also reported catalytic water oxidation at appreciable levels by heterogeneous cobalt oxides deposited from Co(II) impurities present in solutions of cobalt coordination complexes. In this study, the authors found that only 9 × 10 −8 nmol of cobalt (in the form of heterogeneous cobalt oxyhydroxides) could give rise to current densities of 0.11 mA cm −2 (at ∼0.9 V overpotential) at pH 7. 70 Hence, there is strong precedence for detectable and sustained water oxidation electrocatalysis in the presence of very small amounts of first-row transition-metal ions.
Accordingly, we altered our electrolyte and chose to probe sodium phosphate as an alternative buffer. Current densities were significantly lowered in this electrolyte at low and nearneutral pH, but more complete study of the overpotential required to achieve a current density of 1 mA cm −2 over the pH range 1−13 evinced an extraordinary shift at high pH to much lower values (see Figure 3) . Indeed, we found that the overpotential requirement was lowered to only 400 mV at pH 12.9 (for 1 mA cm −2 ). Moreover, similar trends could be observed in 1 M sodium carbonate buffer (see Figures S5−S12, SI), suggesting that any impurity present in the electrolyte was possibly common to all these salts.
Some authors have suggested that tin oxide-based electrodes can undergo compositional changes when poised anodically in aqueous solutions, with a lowered overpotential for oxygen evolution and electrode corrosion manifesting as a result of an increase in the number of oxygen vacancies in the lattice. 77 In order to test whether this was a possible cause of the activity seen in the present case, we repeated the anodization procedure using a range of alternative substrates: commercial indium−tin oxide on glass (ITO), glassy carbon, boron-doped diamond, and platinum (see SI and Figures S5−S12). We also replaced our Pt counter electrode with carbon felt, in order to exclude the possibility of Pt leaching from the counter electrode and forming Pt oxides at the working electrode. Despite these changes, all combinations of substrate electrode and counter electrode that were examined displayed the familiar initial lag phase followed by a prolonged period of increase in current, resulting in final current densities between 4 and 1.5 mA cm −2 at overpotentials of between 540 and 660 mV (not corrected for resistance). These results seemed to rule out any changes in the structure or stoichiometry of the FTO electrode as the root cause of the high currents observed and eliminated Pt leached from the cathode as a source of activity.
We next repeated our standard anodization procedure in a two-compartment cell, where the working and counter electrodes were in different chambers separated by a Nafion membrane. The rationale behind this was to prevent any Galvanostatic overpotential vs pH profile (at a current density of 1 mA cm −2 ) for an FTO working electrode (area = 1 cm 2 ) that had previously been anodized in 0.5 M potassium borate at pH 9.2 overnight at V = 1.2 V vs Ag/AgCl (R = 31.5 Ω). A Pt wire counter electrode and an Ag/AgCl reference electrode were used at room temperature. The overpotential required to achieve a current density of 1 mA cm −2 was then gauged when the voltage reading had stabilized (typically around 5 min after addition of each aliquot). The electrolyte for the galvanostatic experiment was initially 1 M H 3 PO 4 , to which aliquots of NaOH solution were added.
Article impurities in solution from undergoing redox cycling between the anode and cathode. This division of the cell made no difference whatsoever to the rate of increase of the current density upon anodization and did not alter the final current density reached ( Figure S10 , SI). Likewise, rates of current density increase and peak current densities were again unaffected by changing the Pt counter electrode for a carbon cloth counter electrode in this two-chamber electrolysis cell.
Substituting the Ag/AgCl reference electrode for a Hg/HgO reference electrode (to exclude the possibility of trace silver acting as a water oxidation catalyst, as reported recently by some authors 78−80 ) gave rates of current density increase and peak current densities similar to those seen with the Ag/AgCl reference electrode. Furthermore, experiments undertaken in a two-electrode configuration with an FTO working electrode and carbon felt counter electrode also showed the now familiar current density profiles (see Figure S11 , SI). These results suggested that the nature of the reference electrode (if any) was not the cause of the currents observed.
The above experiments in two-chambered cells suggested that the currents were not caused by redox-cycling of species in solution. We had also observed that slow bubbling was evident at the working electrode when current densities exceeded ∼1 mA cm −2 . To determine if oxygen production would account for the observed currents, we analyzed the headspace of sealed, airtight cells containing an FTO working electrode by gas chromatography (see the SI for experimental details). In all, three separate sets of conditions were probed: sodium phosphate buffer with an Hg/HgO reference electrode at pH 13.0 and an overpotential for water oxidation of 580 mV (Figure 4 ), sodium phosphate buffer with an Ag/AgCl reference electrode at pH 12.9 and an overpotential for water oxidation of 540 mV ( Figure S13) , and potassium borate buffer with an Ag/AgCl reference electrode at pH 9.1 and an overpotential for water oxidation of 570 mV ( Figure S14 ). All three sets of conditions showed that the currents observed were indeed due overwhelmingly to oxygen production, with Faradaic efficiencies for these processes being 95% ± 6% for sodium phosphate buffer with an Hg/HgO reference electrode at pH 13.0, 90% ± 3% for sodium phosphate buffer with an Ag/ AgCl reference electrode at pH 12.9, and 94% ± 8% for potassium borate buffer with an Ag/AgCl reference electrode at pH 9.2.
With evidence to suggest that catalytic water oxidation was occurring, but still without firm evidence of the agent(s) responsible, we next turned our attention to analysis of our electrolyte solutions. Addition of the disodium salt of ethylenediaminetetraacetic acid (EDTA) to anodization reactions that were underway was observed to lead to a rapid and lasting reduction in current density (see Figure 5 ).
This suggested that metal ions were indeed implicated in the water oxidation catalysis. However, our previous results mentioned above implied that these metal ions did not originate from any of the electrodes. Accordingly, we analyzed both fresh solutions and those that had previously supported anodization of electrodes by ICP-MS. This revealed relatively high (hundreds of ng to μg L −1 ) levels of several transition metals to be present (including Fe, Ni, Mo, Cu, and Mn) in these buffer solutions, which were prepared with deionized water of 18.2 MΩ cm resistivity (see Table S1 , SI). 81 In order to remove these metal ions from solution without introducing soluble agents (such as EDTA), which would remain in solution and potentially interfere with our analysis, we treated our buffer solutions with Amberlite IRC748 resin (an iminodiacetic acid chelating cation exchange resin for metal removal). In this way, it was hypothesized that any metal ions in the solution would be retained by the resin, which could then be separated from the electrolyte by filtration (see section SI-7 of the SI for experimental details).
Electrolysis experiments performed as before in such "washed" electrolytes did indeed evince significant attenuation in the rate of current density increase and a lowering of the peak current densities obtained (see Figure 6 ). Films that had been anodized in as-prepared electrolyte (until a steady current density had been reached) were subjected to analysis by CV in that electrolyte, and these CVs were compared to those obtained after the films had been removed from the as-prepared electrolyte and placed into electrolyte that had been washed 
Article with Amberlite resin. CVs were recorded in the washed electrolyte every 5 min, with stirring of the electrolyte during the intervals. No bias was applied to the working electrode during these stirring periods. Figure S15 (SI) shows how the peak current that is obtained decays gradually over time under these conditions, implying that an electrode-bound deposit has indeed formed on the electrode during anodization (or else the current density obtained on moving to the washed electrolyte would be much lower from the outset). However, these results also suggest that this deposit is not stable when allowed to rest without applied bias in washed electrolyte solution with stirring.
When washed electrolytes were analyzed by ICP-MS and the concentrations of the various metal ions compared to those found in the electrolytes prior to washing with the Amberlite resin, only six metals were found to have significantly and consistently lower concentrations in the washed electrolytes (which gave correspondingly lower current densities) than in the as-prepared electrolytes: Pb, W, Mn, Mo, Ce, and Ni. Of these metals, Ni and Mn have previously been shown to display catalytic water oxidation activity under neutral and near-neutral conditions.
19−33 However, we re-examined all of these candidate metals for water oxidation activity by adding small amounts of various solids containing these ions to electrolysis experiments in 0.5 M sodium phosphate at pH 12.9 (see Figures S16−S21, SI) . These experiments showed that Mo, W, and Ce salts had little or no effect on the trajectory of the current, while Mn actually caused the current density to diminish. Only Ni and Pb gave any increase in the current density above that which manifested in all such electrolyses.
Of these two metals, Ni seemed the more likely water oxidation catalyst for several reasons. First, Ni has already been shown to be a competent water oxidation catalyst by Nocera and co-workers, who were able to deposit thin (transparent) films of nickel oxides from 0.4 mM solutions of nickel salts. 22 These authors also noted an increase in current density of these films with anodization, which they attributed to structural changes in the nickel oxide film upon oxidation and a pH− overpotential profile highly reminiscent of that shown in Figure  3 . Lead and its oxides, meanwhile, have been shown to give very high overpotentials for water oxidation, 82−84 and the oxides of lead tend to form red/brown anode deposits. The anodes in our anodization reactions were, by contrast, always transparent (see Figure S22 , SI).
To confirm that Ni was indeed responsible for the water oxidation activity seen in the experiments described above, XPS (Al Kα source) was performed on FTO electrodes that had been subjected to electrolysis in as-prepared 0.5 M sodium phosphate (pH 12.9), as-prepared 0.5 M potassium borate (pH 9.2), and 0.5 M potassium borate (pH 9.2) that had previously been washed with Amberlite resin. A control FTO electrode that had not been subjected to any electrolysis was also analyzed. Although weak, signals characteristic of nickel hydroxide and/or nickel oxyhydroxide (a larger peak at 856 eV and a smaller, broader peak 863 eV corresponding to the 2p 3/2 spectra of Ni(OH) 2 and the β-and γ-polymorphs of NiOOH) 85 were clearly visible on the electrodes used in unwashed buffers, while these peaks were absent from the control and washed-buffer electrodes (see Figures S23−S25 72 and a similar effect manifesting in near-neutral borate solutions. 74 Given the presence of Fe in the electrolyte solutions used in this work (both as-prepared and after washing), it thus seemed likely that similar Fe-doping could be occurring in this case. In order to investigate this possibility further, we examined glassy carbon electrodes that had been anodized in both as-prepared and washed sodium phosphate buffer (0.5 M, pH 12.9) using a Mg Kα source. These changes in both substrate and X-ray source from the aforementioned XPS analyses were necessary in order to obtain spectra where the characteristic Fe 2p peaks at ∼707 and 720 eV would not be obscured by any interference from Sn (in the FTO substrates) or Ni LMM Auger peaks. 73 The results of this analysis are shown in Figure S26 (SI). No peaks that can be reliably assigned to Fe were observed; however, we note that the sensitivity of the Mg Kα X-ray source is not as high as that of the Al Kα source used previously. Hence, it is possible (perhaps even likely, given that ICP-MS suggests that significant Fe is present in the electrolytes investigated) that iron is present in these deposits, but at levels that are too low to be detected with the Mg source. It is interesting to note that washing the electrolyte with Amberlite resin removes Ni (and therefore reduces the peak current densities that are obtained), but it does not seem to decrease the amount of Fe in solution (see Table S1 , SI). We note, however, that a single wash with Amberlite resin is generally insufficient to remove all the Ni from solution or to prevent the associated current density increase upon polarization [see Table S1 (SI) and Figure 6 ]. Hence, if Ni−Fe oxides are forming, it seems that the amount of nickel present in solution is a critical determinant of the water oxidation activity that is observed. This agrees with the results obtained by Corrigan and by Boettcher and co-workers, 
Article which suggest that the most active catalysts are predominantly nickel oxides containing a few percent of iron oxides.
71−73
ICP-MS analysis of the electrolytes had suggested a nickel concentration of around 1 μg L −1 in the as-prepared potassium borate buffer solutions. Washing with Amberlite resin should lower this concentration, and multiple successive washes should cause the concentration of nickel to fall even further. This is borne out by Figure 7 , which shows the effect that up to three washing cycles have on the rate of current density increase and the peak current density that is obtained. Starting in asprepared 0.5 M sodium phosphate solution at pH 12.9, ICP-MS gave a nickel concentration of 500 ± 20 ng L −1 and bulk electrolysis in this solution produced a current density of 2.6 mA cm −2 after 8 h (Figure 7 , black trace). The current density fell after one wash with Amberlite resin to around 1.3 mA cm , respectively. After three washes, the current density barely rose at all over the 8 h period of electrolysis, reaching only 0.02 mA cm −2 after this time ( Figure 7 , blue line), and reliable values for the concentration of nickel in this solution could not be obtained by ICP-MS, possibly as the levels of nickel present were too low. These results suggest that iterative removal of the nickel present in solution causes an iterative decrease in the rate at which the current density increases and the maximum current density that can be achieved within a certain time window. In conjunction with the electrochemical and XPS data, this again implies that nickel is a cause of the water oxidation activity observed.
A nickel concentration in solution of 1 μg L −1 corresponds to around 3.4 × 10 −10 mol of nickel ions present in the 20 mL of electrolyte typically used in the electrolysis experiments described in this report. This in turn equates to a nickel concentration of ∼17 nM, or over 23 000 times less nickel than that used by Nocera and co-workers when depositing their ultrathin nickel oxide films. 22 We note, however, that if the explicit intention is to deposit a nickel oxide film for water oxidation, then the concentrations used in such earlier reports are likely to be more effective; our interest here merely extends to showing that 17 nM solutions of nickel can give rise to catalysis, and we do not claim that films deposited at these lower concentrations of nickel give superior (or even comparable) performance to films deposited from more concentrated solutions.
Assuming that all the nickel present in the electrolyte becomes deposited on the working electrode during electrolysis (and this is a significant overestimate of the amount of Ni that is deposited, as "used" solutions are still capable of causing fresh working electrodes to become activated in this way), then a maximum coverage of about 0.34 nmol cm −2 of nickel is obtained, or approximately one close-packed monolayer.
76 This is about 10 000 times lower loading of nickel than reported recently by Zhang and co-workers 24 and ∼20 times lower loading than that reported by Nocera and co-workers for their ultrathin films. As the actual coverage in our case may be significantly less than one monolayer, this might also explain why the Tafel slopes obtained for anodized films in this work are somewhat higher than those previously reported.
■ CONCLUSIONS
Herein, we have shown that loadings of nickel of below 1 nmol per cm 2 are effective for water oxidation across the pH range 9.2−13, displaying an overpotential requirement of 400 mV in order to achieve a current density of 1 mA cm −2 at pH 13. These are very low loadings of nickel, and indeed (as in our own case), such small amounts of nickel can be found in many common electrolyte salts. It is also possible that adventitious iron is codepositing with nickel to produce highly active water oxidation catalysts. However, it appears that the amount of nickel present in solution is a critical determinant of catalytic activity, inasmuch as removal of Ni leads to a reduction in catalytic current despite high levels of Fe remaining in solution. In view of the number of investigators undertaking similar work in this field, it is thus essential that the agency of trace metal ions, and nickel in particular, is excluded from any future reports of water oxidation catalysis within the pH range 9.2−13. It also remains critical that the nature of the true catalyst performing water oxidation is firmly established in all cases, 69, 70 noting that catalysis can manifest from extremely low levels of impurities. 65 This must be held to be especially true in cases where the measured activity for water oxidation is comparable to or below that reported in this paper. In these cases, ever more rigorous control experiments must be performed in order to demonstrate genuine catalysis by the species under consideration.
■ EXPERIMENTAL SECTION
Materials. Nickel(II) hexahydrate (99.997%), potassium ferricyanide(III), potassium hydroxide (90%), sodium hydroxide (98−100.5%), sodium phosphate dibasic (98.5%), potassium nitrate (90%), sodium carbonate (99.95−100%), and ethylenediaminetetraacetic acid (sodium salt) were purchased from Sigma-Aldrich; 0.180 mm-thick Nafion N-118 membrane, boric acid 99.99%, Amberlite IRC-748, and phosphoric acid (85%) were supplied by Alfa Aesar. All chemical reagents and solvents were used as purchased, except the Amberlite resin, which was stirred for 45 min in ultrapure water and filtered before use, in order to remove any nonbound chelating agent from the beads (see also section SI-7, SI).
All electrolyte solutions were prepared with reagent-grade water (18.2 MΩ cm resistivity), obtained from a Sartorius Arium Comfort combined water system. pH determinations were made with a Hanna HI 9124 waterproof pH meter. UV−vis spectra were collected in the Figure 7 . Bulk electrolysis experiments performed in 0.5 M sodium phosphate solution (pH 12.9), using an FTO working electrode (area = 1 cm 2 ), an Hg/HgO reference, and a Pt wire counter electrode. In all cases, an overpotential of 0.43 V (not corrected for resistance) was applied. The solutions had been subjected to washing with Amberlite resin to remove metal ion impurities as follows: black line, no washes (i.e., as prepared); red line, one wash; green line, two consecutive washes; blue line, three consecutive washes.
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Article solid state on a JASCO V-670 spectrophotometer. FTO-coated plain float electrodes (7 Ω per sheet) were purchased from Hartford Glass Co., Inc. ITO-coated plain float electrodes (12−15 Ω per square) were purchased from Optical Filters. All other materials were obtained as stated in the text. Experiments performed at "room temperature" were carried out at 20°C.
Electrochemical studies were performed in a three-electrode configuration (unless otherwise stated) using both CH Instruments CHI760D potentiostats and Biologic SP-150 potentiostats. A Pt wire was used as the counter electrode (unless otherwise stated), and either an Ag/AgCl (NaCl, 3 M) reference electrode (RE 5B, BASi) or an Hg/HgO (1 M NaOH) reference electrode (CH Instruments CHI-152) was used as the reference electrode as specified. Working electrodes were washed with acetone and deionized water prior to use. Pt wire was washed with HCl and rinsed in water after every experiment to remove any metal that may have deposited on its surface. Carbon felt counter electrodes were not reused. Threeelectrode potentials were converted to the NHE reference scale using E(NHE) = E(Ag/AgCl) + 0.209 V and E(NHE) = E(Hg/HgO) + 0.098 V. Unless otherwise stated, the active area of all FTO and ITO electrodes was set to 1 cm 2 . Bulk Electrolysis and in Situ Catalyst Formation. Bulk electrolyses were performed in a three-electrode configuration (unless otherwise stated) in both single-and two-compartment electrochemical cells. In the latter case, the compartments of the H-cell were separated by a 0.180-mm-thick Nafion N-118 membrane, with this membrane being held in place by judicious application of Araldite epoxy glue (Bostik Findley, Ltd., UK). Solutions were stirred, the same stirring rate being kept for all experiments. Where voltages have been corrected for ohmic resistances, the effective voltage (V effective ) is given by
where i is the current flowing through the cell and R is the resistance of the cell. Cell resistances were measured by the iR test function available on the CH potentiostats, using the general method developed by He and Faulkner. 87 Briefly, the iR test function works by examining the current response to small step changes in voltage relative to a test potential at which no Faradaic current flows. In our case, the step change (ΔV) was 0.05 V and the test potential was selected as 0 V vs Ag/AgCl. Other test voltages over the range from 0 to 1 V vs Ag/AgCl gave answers for the solution resistance that were within error of the values obtained at 0 V. The iR test function on the potentiostat then extrapolates the signal-averaged currents at 54 and 72 ps after the voltage-step edge backward to obtain a current at t = 0, where this current can also be expressed as ΔV/R. R in this case is the solution resistance that is sought. The final parameter that the user must select with this function is the acceptable stability limit of the system at the value of R measured ("% overshoot"): in our case a value of 2% was chosen (default setting on the potentiostat). The error associated with this iR correction is dominated by the error associated with gauging the resistance of the solution, where values were found to vary over a range of R measured ± 3%. Resistances could be automatically compensated on the biologic potentiostats, using the ZIR function.
Details of specific experimental configurations and other methods and materials are given in the SI.
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